Abstract -The interplay between solvation and complex formation in solvents of different solvating properties is discussed for a wide selection of acceptors and donors. The solvents compared are the strongly protic water, the less protic methanol and the aprotic dimetylsulfoxide, acetonitrile and pyridine. The latter ones differ considerably in their donor properties and, as a consequence, exhibit very different affinities to acceptors of different types. The relative strengths of the solvate bonds, and the bonds formed in complexes betweeen the acceptor ion and other donors present determine to a large degree the net enthalpy change measured for complex formation reactions. Also the forces acting between the solvent molecules exert a marked influence on this term, however.
The stabilities of the complexes also depend very much on entropy changes. These generally become more favourable, the stronger the solvation and the lower the internal order of the solvent. In strongly solvating, but structurally disordered solvents, the entropy terms become extremely favourable while the enthalpy terms become unfavourable, in spite of the fact that the acceptor to ligand bonds might be quite strong. In such cases, stable complexes are formed in endothermic reactions, due to an extensive entropy stabilization.
SOLVATION AND SOLUBILITY OF IONIC COMPOUNDS
Complex formation between metal ions (or other cations) and ligands in solution occurs in competition with the solvation of the species involved. The strength of the solvation depends upon the nature of the solvent, and the species concerned. In order to bring an ionic solid in solution, the solvation has to be quite strong, as the lattice forces are strong in such crystals. Such a strong solvation is possible only in strongly polar solvents, or in solvents possessing a special affinity to the ions to be solvated.
Thermodynamically, the solubility is given by the solution free energy which is the difference between the solvation free energy AG and the lattice free energy G?at. In the simple case of a fully dissociated 1:1 electrolyte ML, zGv and G?at refer to the reactions M(g) + L(g) -M(sv) + L(sv) (1) and M(g)+L(g)-+ML(s) (2) respectively; tGv is evidently the sum of the solvation free energies of the ions present.
Hence = tGv(M)
+ tGv(L)
-G?at (3) where is directly related to the solubility product K:
AG=-RTlnK5 (4) 
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For most ionic compounds, however, the conditions are more complicated.. Not only the metal ion and the anion but also complexes between these exist in solution in equilibrium with the solid phase. The function iG becomes accordingly less simple.
The free energy functions are composed of enthalpy and entropy terms:
i5Gv LHv _ TLSV (5) LG?at tH?at -ThS?at (6) In these expressions, the enthalpy terms LHV and LH?at greatly predominate over the en-.
tropy terms TLSV and TLS?at (Refs. 1, 2) . This is due to the fact that the neutralization of electric charges is the main feature of the formation of both solvates and crystals from gaseous ions, process which are both strongly exothermic. Moreover, if the compound is at all soluble, i.e. if the solvent is able to bring about a reasonably good neutralization of the ionic charges, has to be of the same order of magnitude as
L\Hat The directly measurable solution enthalpy,
O_ O/+\°' L' H0 7 ssv' •)sv 1tlat
is, therefore, a small difference between two large numbers. Evidently, also and 1?G?at must be strongly negative for ionic compounds, and of the same order of magnitude, so isalso a small difference which may be written: (8) where TLS = TtSv -ThS?at (9) As a crystallization or solvation always means an increase of order relative to the gaseous state, the terms TLSv and ThS?at are always negative (Ref. that tHr(Ph4A5) = tHr(BPh) 1Gr(Ph4As) = Gr(BPh4) and, consequently, tSr(Ph4As) = for all pairs of solvents.
Solvation of various classes of ions, as a function of the solvent. Thermodynamic quantities found in the manner described are presented in Tables 1 and 2 For most ions, the heats of solvation are more exothermic in a strongly solvating aprotic solvent, such as DMSO, than they are in a strongly solvating prOtic solvent such as water, Table 1 . This is to be expected, as more energy is presumably needed to break the strong hydrogen bonds of the water structure than to disrupt the structure of liquid DMSO. Also as expected, methanol generally takes an intermediate position. The solvents coordinating via nitrogen exhibit more special preferences. The fairly soft donor pyridine has, as expected, a very high affinity for the markedly soft acceptors Ag and Hg2. As to AN, the most striking feature is the very low affinity to certain hard acceptors such as Zn2+ and, especially, H+. Also in this solvent, soft acceptors are preferred. The pattern is more subtle than in pyridine, however. While the very soft Ag slightly prefers DMSO to AN, Cu markedly prefers AN to DMSO (Table 5 ). Remarkably enough, Hr between DMSO and AN is almost as unfavourable for the border-line ion Cd2+as for the typically hard Zn2+, and for both ions more unfavourable than for Ba2+.
Ligands able to form hydrogen bonds in protic solvents are striking exceptions from the trends described. Thus for C1, and to some extent also for Br, the transfer from water to.an aprotic solvent is endothermic in all cases listed, Table 1 . These ligands favour solvents where their hydrogen bondingcapacity can be utilized. For I, on the other hand, the trend is similar to that found for other ions, as might be expected for a species of little, if any, capacity to form hydrogen bonds. Contrary to this, the strongly hydrogen It is striking that the large differences in the macroscopic dielectric constant between the solvents seem to be of no decisive importance, even for ions where the interactions are mainly electrostatic, Table 1 . This applies both to the halides and to cations such as Nat, Et4N and Ba2t Nor is the relation between 1Hv and the dipole moment of the solvent molecule a simple one.
As pointed out above, compatible sets of and are seemingly not yet possible to calculate. In Table 2 , only values of are therefore listed. As stated above, they are not very different from H; TLS is generally a small difference. Values of 1Gr are known for methanol, DMSO and AN, but so far not for pyridine.
For the transfer reactions, the entropy terms are generally very important. In most cases they are negative, counteracting the reaction. in AN is much lower than in water, but slightly higher than in DMSO. The trends described are very clearly illustrated in Fig. 2 .
The changes of E0 for the copper couples bring about drastic changes in the relative stabilities of the oxidation states involved. Thus the constant KD(Cu) of the disproportionation reaction 2CuCu2+ Cu(s) which has a very high value in water is about unity in DMSO and becomes extremely small in AN, Table 4 . At equilibrium, the ion Cu+, completely suppressed in water, becomes important in DMSO and is completely predominating in AN. The value of K0(Cu) has been determined also in pyridine, Table 4 . The value is very low, though considerably higher than in AN. From the strongly exothermic value of LHr between AN and pyridine, Table 5 , one may conclude that this increase is certainly not due to a weaker solvatiôn of Cu+ in pyridine. The reason must rather be that Cu2+ is even more favoured by pyridine. Also in this solvent, however, Cu+ predominates completely at equilibrium.
For mercury, the data so far available indicate that Hg2+ is stabilized in the same solvent order as Cu, implying that the constant K(Hg) of the disproportionation reaction Hg Hg2+Hg(l) increases in that order, Table 4 . For both metals, therefore, the d1° configuration is stabilized. Compared to the changes in the copper system, those in the mercury system are quite small, however.
SOLVATION OF UNCHARGED SPECIES
For molecular compounds, solvation, or crystallization, does not at all imply as extensive a neutralization of charges as for ionic ones. Consequently, the heats involved are much smaller. Moreover, they may be determined by purely thermodynamic methods, without any resort to extrathermodynamic assumptions.
For the present discussion, comparisons between the solvation of neutral and charged cornplexes should be of immediate interest. This applies expecially to series of complexes formed consecutively between a metal ion and a ligand L. Unfortunately, such data have so far hardly existed. Recently, however, they have been determined for a few systems as will be discussed below, Table 7 .
Also comparisons between neutral complexes and the free metal ions and ligands involved in their formation are of great interest. For such purposes, a fairly extensive material is =G -GUb;
=tH -1Hub (11, 12) Here is directly connected with the solubility S according to iG=-RTln S (13) For HgX2, the solvation functions EHv and can thus be obtained in a rather direct manner.
For the copper(I) and silver(I) halides, where precise experimental determinations of the sublimation functions are not possible, more complicated, but still purely thermodynamic calculations are necessary in order to find t&Hv and So far, most determinations concern The results so far found for the various halides are listed in Table 5 . The technique used does not allow the determination of HV for AgX in benzene, water, DMSO or AN, and for CuX in benzene or water, on account ot the low solubilities of these complexes in these solvents. In so far as they have been determined, the values for the free ions have also been entered for comparison. As to Cu+, a determination For HgX2, the values of tHv are about the same in benzene and water. As will be discussed below, the solvate bonds are much weaker in benzene, but this is fully compensated by the stronger interaction between the water molecules. In DMSO, the values are considerably higher, just as has been found for the free ion Hg2 (Table 1) atom than nitrogen, one would expect a further increase of -LH between pyridine and THT. This is not so, however, even if the solvate bond is in fact stronger for THT, as will be shown below. For the very soft phosphorus donor, on the other hand, values of tHv are measured which are by far the largest found so far.
As already pointed out, the value of tHv depends not only on the strength of the solvate bond but also upon the strength of the forces acting between the solvent molecules. To discern between these factors, quantities measuring the solvate bond strength should be considered. Among these, the Raman stretching frequency of the M-X bond and the bond distance M-X have been determined for the mercury(II) halides in various solvents, and also compared with the values found in the gaseous phase.
When solvent molecules are coordinated to the central atom of the complex HgX2, the strength of the bond Hg-X decreases. Consequently, its stretching frequency decreases, and more so, the stronger the solvation. With modern technique, well resolved Raman spectra can be obtained even for fairly dilute solutions. Under favourable conditions, the concentrations may be as low as O.O5M.
The weakening of the Hg -X bond further means that it becomes longer. The elongation relative to the gaseous phase can be found with fair precision by X-ray diffraction, provided that sufficiently concentrated solutions can be prepared (not much lower than 0.5 M). This restriction excludes the aqueous solutions, however.
The stretching frequencies decrease considerably between the gaseous phase and the solvents, Table 6 . Among these, decreases in the order benzene>AN>water>DMSO>pyridine>THT> Bu3P which would thus be the order of increasing strength of the solvate bond. The result is completely confirmed by the bond distances. As far as these can, and have, been measured, they increase in exactly the same order as the stretching frequencies decrease. The solvation also means a bending of the HgX2 molecules which are linear in the gaseous phase. As might be expected, the bending generally increases with the strength of the solvate bond. When the solvent is as good a donor as the ligand X, a tetrahedral configuration is reached, as in the solid Hg12(PPh3)2. Finally, by very strong donors such as Bu3P, the ligand X may even be displaced.
As already pointed out, the weak intermolecular forces in benzene completely compensate the stronger solvate bond in water, resulting in about the same values of th1v for both solvents. Also in AN the solvate bonds are in fact weaker than in water. In pyridine they are, on the other hand, much stronger which is reflected in the large solvation enthalpies found in this solvent. In DMSO, the solvate bonds are, as might be expected, weaker than in pyridine. They are considerably stronger than in water, however. The strong increase of found between water and DMSO is therefore due not only to the stronger interactions between the solvent molecules in water but also to the stronger solvate bonds in DMSO.
In THT, the solvate bonds are, as expected, very strong. As the values of _IHv are not particularly high, the conclusion would be that the intermolecular forces are quite strong in this solvent. In Bu3P, the strong solvate bonds indicated are compatible with the exceptionally high values of 
THE MERCURY(II) AND COPPER(I) HALIDE AND THIOCYANATE SYSTEMS IN VARIOUS SOLVENTS Mercury(II). A fundamental difference between complex formation reactions in protic and
aprotic solvents is, as has been stressed before (Refs. 2, 19) that the entropy terms are generally much more favourable in the aprotic solvents. This is a consequence of the lower structural order typical for these solvents. The overall decrease of order resulting from the desolvation processes accompanying the complex formation will be much larger than in protic solvents of more well-ordered structures. All complexes whose formation involves extensive desolvation of species involved are therefore heavily entropy stabilized in aprotic solvents.
Another most characteristic difference between the two categories of solvents is that ligands apt to form hydrogen bonds are especially strongly solvated by protic solvents and consequently less available for complex formation. In aprotic solvents, therefore, complexes of such ligands become more stable relative to complexes of ligands forming no hydrogen bonds than they are in protic solvents. are not only positive but also quite large in all the systems. The strong desolvation that brings about this large entropy gain takes much energy, however, so LH?, is fairly low, for all the halides<ThS?. In the next step, the desolvation is still fairly extensive but takes nevertheless much less energy. The enthalpy terms therefore becomes more favourable, -tH> -LH?. In the following steps, the desolvation is less important. The net entropy changes are 0, and the reactions become enthalpy controlled. As the strength of the Hg-X bonds decreases as more ligands are coordinated, (Refs. 19, 38) ,the value of LH now decreases for each consecutive step, however. In pyridine, more strongly solvating than DMSO, the trends described become more strongly marked, Fig. 3 . The entropy gains due to desolvation become very large while the net enthalpy changes all become small. The changes of tS and EH compensate each other extensively, so the resulting stabilities, represented by do not differ widely between the two solvents.
In water, the strong solvation of Cl relative to Br and, especially, I results in a marked increase of the complex stabilities in the order C1 < Br < 1, Fig. 4 . The changes in of the halide ions between water and aprotic solvents (Table 1 and Tables 1 and 5 , the enthalpies of transfer can be calculated for the complexes consecutively formed in the mercury(II) and the copper(I) halide systems. For both metals, values pertaining to the transfer DMSO -pyridine can be found, for mercury(II) also values pertaining to water -, DMSO. For copper(I) the latter transfer is not accessible, on the other hand DMSO -AN is, Table 7 .
The transfers DMSOPyforHgX2 follow a simple, energetic pattern. aHo(Hg2+) = -76 kJ mol btHr(Cu+) = -30 kJ mol cHo(Hg2+) = -84 kJ mol; tHr(CU) = -85 kJ mol water structure while they are more acceptable in DMSO. To a lesser extent, this applies also to the complexes HgX. The transfers of such complexes involves a restoration of the water structure which is reflected in values of LHr which are much more exothermic than would otherwise be the case.
